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those of nickel are much less so. The order of rela-
tive stabilities appears tobe: UO; > Be > Ni > Mn.
The position of zinc in this series depends upon the
ligand. Unfortunately, data are not available for
the copper chelates because of their general insolu-
bility. However, titration data indicate that the
copper chelate of III is more stable than the uranyl
derivative,14

In general, there is a good correlation between log
Kave, 1/2(log K + log K3), for a given metal and
the pKp of the mercaptoacetamides (Fig. 1).
A similar relationship is observed using log K, or
log K, instead of log Kave. This observation has
been made for other ligands including 3-diketones,!!
tropolones'® and salicylaldehydes. !

The relationship depicted in Fig. 1 indicates that
steric effects are of minor importance in determin-

(14) The value of log A? for the copper chelate is estimated to be
about 12, Presumably, log K\ is greater.

(13) B. E. Bryant and W. C. Fernelius, THIS JoUrNAL, 76, 1696
(1954).

(16) M. Calvin and K. W. Wilson, 74id., 67, 2003 (1943).
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ing the stabilities of the uranyl, beryllium and
(generally) nickel chelates. A steric effect may be
involved with the nickel derivative of VI. This
chelate is markedly less stable than would be pre-
dicted from the log K-pKp relationship. The
deviation is genuine since the value in question is
reproducible. The effect is reminiscent of the re-
duced stability which results when S-diketones are
substituted in the methylene position!®!” and may
well stem from a common cause. Steric factors
may be responsible for the poor log K-pKb cor-
relation of zinc chelates. This view is supported
by the lessened stability of the 2,6-diethylphenyl
derivative (V) relative to that of the unsubstituted
compound (I).
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The Exchange of Iron between the Aquo Ferrous and Ferric Versenate Ions

By W. L. RevyNoLDps, Nora L1u aND J. Mickus
RECEIVED OCTOBER 13, 1960

Electron transfer in the ferrous Versenate-ferric Versenate exchange reaction occurs chiefly between the Versenate com-

plexes of Fe(II) and Fe(III) and not between any dissociation products of these complexes at pH 2.

The electron transfer

between the undissociated Versenate complexes of Fe(11) and Fe(III) probably occurs by tunmnelling. The exchange of
®Fe between FetX(aq) and FeY ™ was found to be slow, and this exchange was compared with other electron-transfer re-
actions involving Fe *2(aq) and ionic oxidants on the basis of Marcus’ theory of electron-transfer reactions.

The rate of the electron-transfer reaction be-
tween ferrous Versenate and ferric Versenate com-
plexes, or their protonated forms, has been re-
ported! to be immeasurably rapid under the ex-
perimental conditions employed. At pH 2, the
acidity employed by Adamson and Vorres,! one
must consider the presence of the protonated
species HFeY— and HFeVY,? as well as FeY~?
and FeY~. Here Y4 represents the ethylene-
diaminetetraacetic acid anion. Three general
mechanisms have to be considered for this ex-
change. The first is the direct electron-transfer
reaction 1 between FeY ~2and FeY~or an analogous
reaction involving one or more protonated species

FeY ™2 4 *FeY~ = FeY~ 4 *FeY™? (1)

The second mechanisin involves the dissociation
of the Versenate complexes, an electron-transfer
reaction between the aquo ions and reformation of
the complexes. 7This mechanism can be imme-
diately discounted for the following two reasoms.
First, the formation constants of these complexes
are sufficiently large? so that the equilibrium con-
centrations of Fet?(aq) and Fet%(aq), and hence

(1) A. W. Adamson and K, S. Vorres, J. Inorg. Nuclear Chem., 8, 206
(1956).

(2) G. Schwarzenbach and J. Heller, Hely. Chim. Acia, 34, 576
(1951).

the rate of exchange between these ions, would be
too small to account for the rapid rate of the ex-
change observed between the Versenate complexes
of Fe(II) and Fe(III). Second, Jones and Long?
have measured the rate of the exchange in (2) as

Fe*3(aq) + *FeY~ = *Fet¥aq) + FeY~ (2)

a function of pH. The fact that the exchange is
slow means that the dissociation of FeY~ is at
least as slow under the same conditions. Hence
the dissociation of FeY ~ is too slow to be part of
the mechanism by which exchange of iron occurs
between the Versenate complexes.

The third mechanisin to be considered is

Fe”(aq) + PV~ = Fe+3(aq) + *[eY -2 (3)
Fetaq) + *FeY™? = *Fetaq) + FcY 2 (4)

This mechanism1 involves au electron-transfer
reaction in (3) and an exchange without electron
transfer in (4). Jones and Long? found that the
exchange in (4) was too rapid to measure in the
pH range from 1.50 to 4.74. Adamson and Vorres!
used an excess of Fet? over Y~ so that aquo Fet?
was present. Hence if the rate constant of the
forward reaction in (3) was not too small, re-

(3) S. S. Jones and ¥. A. Loug, J. Phys. Chemn., 56, 25 (1952)
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actions 3 and 4 could have provided the observed
exchange of radioactive iron between FeY~—? and
FeY~. The standard free energy change, AF°,
of reaction 3 is approximately 15 kcal, so that
the free energy of activation would have to be at
least this large and the rate constant for (3) would
have an upper limit of 100 (mole/l.)~! sec.”".
This value of the rate constant for (3) is sufficiently
large to account for the exchange observed by
Adamson and Vorres.! It was therefore decided
to make a brief investigation of the rate of ex-
change of radioactive ®Fe between Fe**(aq)
and *FeY ~ in order to determine whether the third
mechanism could be eliminated or not.

Experimental

Reagents.—Solutions of F+2,q) were prepared from reagent
grade FeS0,-(NH,)»S0,-6H;0 in the preliminary work and
from reagent grade Fe(ClO,),-6H:0 in the rate measurements.
Solutions of Na;H;Y-2H,O were used to furnish the Versenate
ion for complexing of Fe(III); these are hereafter referred
to as EDTA solutions.

Radioactive 89FeCl; was obtained from Oak Ridge National
Laboratory, diluted with inactive FeCl; and purified by
isopropyl ether extraction.® The *Fe(IIl) was freed of
C1~ by precipitating hydrous ferric oxide, washing and dis-
solving the precipitate in perchloric acid and repeating this
cycle of operations until a negative test for Cl~ was ob-
tained in the wash water. The Cl-free oxide then was dis-
solved in perchloric acid and the resulting Fe(III) solution
was standardized by reducing Fe(III) to Fe(II), complexing
the Fe(II) with 1,10-phenanthroline and measuring the
absorbance of the latter solution.s Aliquots of this *Fe(III)
solution were mixed with aliquots of the EDTA solution to
give solutions of *FeY ~ with either Fe *® or EDTA in excess.
The concentration of FeY ~ in each solution was determined
spectrophotometrically at 256 mu with a Beckman DU
spectrophotometer.

Procedure.—In preliminary experiments 10.00 ml. of
6.44 X 1073M *Fe(III) solution, pH adjusted to 2.4 with
HCIl and containing an excess of Fet3,q) or Y ™4, was quickly
mixed at room temperature with 10.00 ml. of 6.44 X
10-8M Fet2,, solution of the same pH. The mixture was
permitted to stand for ten seconds, then 1 ml. of 0.095 M Br,
solution was added to oxidize Fe*2q,q to Fe "3,q) (and FeY 2
to FeY ~ if FeY 2 was present). The oxidations of Fe*%,q)
to Fe *3(.q) stopped the exchange between Fe*2(,q) and *FeY ~
because the exchange (2) between Fet?,q and *FeY ~ pro-
ceeds slowly. Next 0.250 g. of Filter-cel was addedand 2 ml.
of 1 M NH; + 1 M NH,Cl buffer to precipitate hydrous ferric
oxide. The precipitate was filtered, with the standard glass
chimney apparatus, washed thrice with 5-ml. portions of di-
lute buffer, twice with 5-ml. portions of absolute alcohol and
air dried. The radioactivity of the precipitate was counted
using an end-window Geiger-Miiller tube and Nuclear-
Chicago Model 186 decade scaler. The percentage exchange
was read from a calibration curve.

It was established that oxidation of Fet2q) to Fet3,,, by
Bry-water and that precipitation of hydrous ferric oxide by
NH,Cl 4+ NH; buffer did not induce exchange with *FeY ~.
Also when a 0.025 g. quantity of Filter-cel was mixed with
*FeY ™, stirred, filtered and washed, it did not retain any
significant radioactivity above the background count show-
ing that FeY ~ was not adsorbed on the Filter-cel.

In quantitative experiments on the rate of exchange be-
tween Fet2,q) and FeY ~, solutions of *Fe(ClO;); and Na;H,Y
were mixed to give a solution of *FeY ~ containing a small
excess of NasH,Y. This solution was diluted with per-
chloric acid of the desired acidity and thermostated at 30.3
=% 1°. Approximately five minutes before the reaction was
to be started an aliquot of non-radioactive Fet3,, was
added so as to complex all Y 4 present and leave a small
excess of non-radioactive Fe*3,qy. This procedure put all

(4) R. W. Dodson, G. ]. Forney and E, H. Swift, THis JoURNAL, §8,
2573 (1936).

(5) W.B. Fortune and M, G. Mellon, I'nd, Eng. Chem., Axal. Ed., 10,
60 (1938),
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*Fe initially in the form of *FeY ™, removed the excess of
Y ¢ so that FeY ~? was not formed and gave an excess of
Fetd,qy to repress the dissociation of FeY ~. Asa result the
zero-time exchange was very small or zero. An aliquot of
Fe(ClOy)2 solution, at 30.3°, was added to start the ex-
change and the reaction mixture was diluted to 50.00 ml.
with a small amount of the perchoric acid solution also
kept at 30.3°. Samples of reaction mixture were with-
drawn at various times, treated as described above and the
radioactivity of the precipitates determined.

Results

Spectrum of FeY —.—The absorbance of a 9.61 X
10~% M FeY— solution, pH 3.7, containing a fifty-
fold excess of EDTA was measured at various wave
lengths with a Beckman DU spectrophotometer.
A previous report® on the spectrophotometric de-
termination of FeY~ does mnot state the position
of the absorption maximum but does show that the
extinction coefficient was virtually independent of
pH over the range 0.8 to 5.0 and that the absorb-
ance of FeY~ is independent of the amount of
excess EDTA in the regions where EDTA itself
does not absorb. The absorbance measurements
reported here show that the absorption maximum
lies at 256 mu. EDTA did not absorb at this wave
length but did start to absorh between 245 and 250
mu. Molar extinction coefficients, ¢, at various
wave lengths are listed in Table I. A Beer’s-
law plot for 256 mu over the concentration range
from zero to 10~¢ M was linear and gave a value of
(942 = 0.06) X 10° for e. Most of the error in
¢ arises from errors in concentration at low con-
centrations of FeY .

TaABLE I
pH 3.7; room temperature; (FeY~) == 0.61 X 1075 A/,
(EDTA)=5 X 103 M/

e X 10~ A, e X 1072 A, e X 102
A, mp M~tem. "t mu M=t em. —1 mu M- tem, ~?
390 3.12 330 27.7 270 85.4
380 4.58 320 35.6 260 93.6
370 6.87 310 43.9 255 04.1
360 10.3 300 53.1 250 92.9
350 14.9 290 63.0 245 87.1
340 20.8 280 74.6 240 81.2

Preliminary Experiments.—Since the *Fet3.q
and EDTA solutions could not be mixed in exactly
stoichiometric amounts, it was decided to use an
excess of *Fet3,, at first and then gradually in-
crease the amount of EDTA until the latter was
present in excess. As long as *Fe¥3(,qy is present in
excess over Y4 the exchange between Fe¥t?,q
and *FeY —, when the Fe 2., and *Fe(III) solutions
are mixed, should be slow if the equilibrium in
(3) is not established rapidly. (It will be recalled
that the evidence indicates that the equilibrium in
(4) is established rapidly and also that the ex-
change in (2) is not rapid.) Some radioactivity
will appear in the Fe(OH); precipitate, even if
the exchange between Fe+?and *FeY ~ is negligible,
as a result of some of the *Fe+3(,q not being com-
plexed by EDTA. However, as the amount of
EDTA is increased, the radioactivity in the

(8) W. Nielsch and G. Boltz, Microchim. Acta, 481 (1054).
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Room temperature ca. 28°;

EDTA
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pH 2.4 except as noted; total volume = 20 ml.
Apparent

Expt. taken, FeY "™, Fets, Fe*?, FeY -, Activity, exchange, t,
no. mmole mmole mmole mmole mtmole c/m % sec.
1 0.059 0.059 0.005 0.064 621 14 10
2 .061 .061 .003 .064 458 10 10
3 .063 .063 .001 .064 394 9.0 10
4 .064 .064 .064 A 353 7.6 10
5 .065 .064 .063 0.001 3370 82.6 10
6 .080 .064 . .048 0.016 3420 84.0 10
7 .061°¢ .061 0.003 .064 446 10 10

s pH 2.0 instead of 2.4.

Fe(OH)s precipitate will decrease as a result of a
decrease in the amount of excess *Fe+3(aq) The
radioactivity in the precipitate will be a minimum
when *Fet3 .4, and EDTA are present in stoxchxo-
metric amounts. Whenever EDTA is present in

1.0

0.9
0.8

0.7+

0.4

0.3

S

40 60 80 100 120 140

Time, min.
Fig. 1.—Plot of log (1 — F) versus ¢t for the Fe*%,4 + *FeY -
exchange reaction at 30.3° and u 0.116; (H*) = 0.090

M; (Fe*?) = 585 X 103 M; (FeY~) = 1.70 X 10~ M;
(Fe+%) = 3.40 X 10~4 M.

excess over Fe 13,4, in the *Fe solution, sonie FeY 2
will be formed when the Fet?(,q and Fe(I1I) solu-
tions are mixed. The rapid exchange observed
by Adamson and Vorres! will then occur between
Fe(II) and *FeY~. However, all Fe(II) will not
be precipitated in this case when the NH; + NH,Cl
buffer is added because some of it is complexed,
after oxidation of FeY 2 by Brs, as FeY~. Hence

the apparent percent exchange, as determined from
the activity of the precipitate, will not appear to be
as large as it really is but will be less than this bv an
amount which is dependent upon the excess of
EDTA in the*Fe(III) solution.

The results of exchange experiments for various
amounts of EDTA present in the reaction mixture
are given in Table II. The length of time in
seconds between mixing of the Fe *2ag and *Fe(I1I)
solutions and oxidation of Fe*2q) is given in the last
column. When *Fe*+3.,, is present in excess over
EDTA, it is seen that the amount of apparent
exchange is small and that it decreases as the ex-
cess of *Fet8,, decreases. For example, in the
first three experiments the apparent exchanges are
14, 10 and 9%, whereas the apparent exchanges
calculated on the basis of the excess of *Fe+3aqy and
the total iron precipitated are 14.5, 9 and 3%.
The apparent percentage exchange in the third
and fourth experiments is somewhat higher than
the exchange calculated on the basis of the un-
complexed *Fet3, present. This might result
from the presence of very small amounts of FeY 2
being present when the excess of Fet3,q becomes
very small. When sufficient EDTA to form an
appreciable amount of FeY~? was taken, the ap-
parent percentage exchange became very large, as
expected.

Rate Measurements.—The data in Table II
showed that the exchange between Fe't%.q and
FeY~ was not too rapid to measure. Hence ex-
change rate measurements weremade at various con-
centrations of H+, Fet?,q, FeY~ and Fet%aq.
Figure 1 shows a typical plot of log (1 — F) versus
time where F is the observed fraction exchange at
time ¢£.  The slope S of the straight line is given by’

(8)

S = — Ry(4 + B)/2.30 AB
where R, is the observed rate of exchange and 4
and B are the concentrations of the two exchanging
species. To obtain R, the rate of exchange be-
tween Fe*?,q, and FeY—, Ry was corrected for the
very small rate of exchange between Fet?,q and
FeY~ using the expression given by Jones and
Long.? Because variation of concentration of
reactants usually produced a variation of ionic
strength u all rates of exchange R were corrected
to an intermediate value of 4 (u = 0.100) employ-

(7) R. J. Prestwood and A, C. Wahl, TrIS JourNaL, 71, 3137
(1949).
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ing the activity coefficients from Kolthoff and El-
ving® and the form of the rate law established for
the concentration ranges used here.

All data were treated by the method of least
squares to give values of Ry and the orders of re-
action with respect to (H*), (Fet?) and (FeY™).
The data are given in Table III. It is only for

TasLe 111

RATES oF EXCHANGE OF %Fe BETWEEN Fe*34sq AND FeV ™
30.3 = 0.19 (FeT1,q) = 340 X 107 M

(FH ) (Fe *?) (Fe¥Y ") Ry X 108 Ry X 10¢
M 10:M 108M u M min. "t M min, "1t

0.016 1.18 1.70 0.058 1.26 1.02
.016 1.18 1.70 .058 0.83 0.67
.044 1.18 1.70 .087 6.72 6.35
.044 1.18 1.70 .087 6.30 5.94
.090 1.18 1.70 .134 18.1 20.7
.090 1.18 1.70 .134 16.2 18.0
.20 1.17 1.70 .244 45.1 64.4
.20 1.17 1.70 .244 43.0 61.4
.090 0.585 1.70 .116 10.2 10.7
.090 0.585 1.70 .116 11.6 12.2
.090 2.34 1.70 .168 22.7 28.0
.090 2.34 1.70 .168 25.0 30.8
.090 1.76 1.70 .150 21.9 25.6
.0%0 2.34 0.850 .160 14.8 18.3
.090 2.34 0.850 .160 10.3 12.7
.090 2.34 1.28 .163 17.6 21.7
.090 2.34 1.28 .163 15.9 19.6

u = 0.244 that the correction to the observed rate
becomes large. However, if the data for this
value of u are omitted, the order of the reaction with
respect to (H) is not significantly changed. The
least squares values and their standard deviations
for the order of reaction with respect to (HT),
(Fet?q) and (FeY ™) are 1.68 = 0.07, 0.69 = 0.05
and 0.93 = 0.19, respectively. In one experi-
ment the concentration of Fe*3,q was doubled,
but the value of R remained unchanged within
the experimental error of = 8%,. Therefore over
the concentration ranges employed the rate of
exchange between Fet%,q and FeY~ can be repre-
sented by the empirical expression

R = E(H*)L.%(Fe*2)0.7(FeY ~) (6)

The fractional powers in (6) may mean that more
than one term is involved in the rate expression
and that, for example, (Fet?)? is involved in one
term and (Fet?) is involved in another. The
first power of (FeY ™) would indicate that (FeY—)
occurs in every term. In order to reliably decom-
pose (6) into a number of separate terms, it would
be necessary to study the variation of R over larger
concentration ranges. The concentration ranges
would mainly have to be extended in the direction
of higher concentrations. If (Fet?) is made too
small the correction of Ry for the exchange between
Fe*3,qand FeY —becomes too large to give accurate
results; if (H?) is made too small precipitation of

(8) I. M. Kolthoff and P. J, Elving, " Treatise on Analytical Chemis-
try,” Vol. I, Part 1, The Interscience Encyclopedia, Inc., New York,
N. Y., p. 240, 2432, 243.
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Fet3aqwillbegin. In order to attain higher concen-
trations, the exchange will have to be studied at
a much higher ionic strength using NaClO,, for
example, to maintain u constant while varying
concentrations of reactants over the larger concen-
tration ranges.

The effect of temperature on reaction rate was
not determined. Since & in (6) is an unknown
function of several rate and/or equilibrium con-
stants, the activation energy corresponding to %
would also be an unknown function of various
heats of activation and/or reaction and would
not be particularly useful.

Discussion

At pH 2.0 and ¢ = 0.1, where the average rate
of exchange between Fet%,q) and FeY~ was 4.7 X
10~7 (mole/1.) min.~! for (Fet?) = 1.18 X 10—*M/
and (FeY™) = 1.70 X 1073M, any second order
rate constant, ks, for exchange by a path involving
Fet*aq and any ferric Versenate species obeys the
relation

k2 € 4.0 X 1074 (mole/1.)~! sec.™!

The upper limit for %k, is a factor of 10—°-10-%
too small to account for exchange between FeY 2
and FeY~ by reactions 3 and 4. Therefore, it is
concluded, the rapid exchange between FeV %
and FeY~ noted by Adamson and Vorres! occurred
between ferrous Versenate and ferric Versenate
species.

Both of the reactions 1 and 3 involve electron
transfer between spin-free complexes. The very
small rate of reaction 3, as compared to reaction 1,
is most probably the result of Franck-Condon
restrictions requiring a considerable activation
energy in (3) as compared to (1) in addition to the
over-all free energy change in (3) of approximately
15 kcal. mole=*. Since the exchange reaetion 1
is rapid, solvent and ligand reorientation in ¥*FeV —,
before conversion to *FeY ~2, requires only a small
free energy change at most. On the other hand,
the free energy of activation of the Fet%q+
Fe*®,q exchange® is approximately 17 kcal. mole
at 30° of which a considerable fraction may be at-
tributed to the reorientation process'® in forming
the transition state. It seems probable that it is
this free energy for reorienting ligand and solvent
water molecules around Fe*?, preparatory to
charge transfer, in addition to the over-all free
energy of reaction of 15 kcal. which makes the rate
constlant for (3) less than 4.0 X 10—* (mole/1.)!
sec.”.

It is interesting to compare reaction 3 with re-
actions 7, 8§, 9 and 10. In (8) and (9) “ph” and

Fe*24q) + *FeY ™~ = Fe+3(nq) + *FeY 2
AR = 4 15 kecal. (3)

Fet2aq) -+ *Fetdng = Fe gy + *FeT2eq):
AF = Q kcal, (7)

(9) J. Silverman and R. W. Dodson, J. Phys. Chem., 86, 846 (1952).

(10) (a) R. A, Marcus, Discussions Faraday Soc., April 1960, pre-
print. (b) R. A, Muercus, J. Chem. Phys., 24, 966 (1958); 26, 867
(1957).
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Fet?yy + Fe(ph):™ = Fetduq + Fe (pl);*2;
AF® = —8.3 keal. (8)

e’y + Ru(dip)s™3 = Fet3ng 4+ Ru(dip)s*?;
AFY = =122 keal. (9)

Fe "2 4 IrCle~2 = Fetiqq + IrCl—?:
AF0 = —575keal. (10)

“dip” refer to 1,10-phenanthroline and a,a!-
dipyridyl, respectively. The rate constant for
(7) 1s approximately 4(mole/1.) ! sec.~! and those
for (8), (9) and (10) are greater than 10%(mole/1.)—!
sec.™! at 25° If it is assumed that electron
tunnelling occurs when the reactants approach
to such a distance that the first cosrdination shells
arc in contact and that reorientation of the first
codrdination shells is unnecessary, then equations
11 and 12 relating the free energy of activation,
AF*, and the over-all standard free energy change,
ATY, of the reaction may be emploved.

A *:‘»-=2L*z2*e2 2 ,~22<i 11 (.1_. 1
- RD, T (A g + g R) Doy E)
(11)
, 1 1 1\/1 1
— (2m 1 2,0 [ L o 2V~ =) =
m o 1)) (271 + 3, R) (DDp Ds)
AFO 4 TAS, + (213 — z1*:%)e? (12)

where 2:* and 2, are the charges on the reactant
ions before electron tunmnelling, z; and 2z are the
charges on the reactant ions after tunnelling, Az

BRUNO JASFLSKIS
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is equal to |z* — =z, ¢ is the electronic charge,
71 and 7. are the radii of reactant ions 1 and 2,
respectively, and each is equal to one-half the di-
ameter of the indicated metal ion plus first coérdi-
nation shell, R is equal to the sum (r, + 72), Dop
is the optical dielectric constant, D is the low-
frequency, small-field-strength dielectric constant
of the solvent, T'AS. is the free energy change
resulting from a change in the number of un-
paired electrons and = is a constant determined
by (12). The value of 7, the radius of Fet?wq,
is the same for all reactions listed and is approxi-
mately 3.44 A. The value of 7, is approximately
3.44 for (7), 4.4 for (3), 7.08 for (8), 5.92 for (9)
and 4.05 A. for (10). The value of TAS. is zero
for all five reactions.

If the relative rates of these reactions are com-
pared, the theory predicts that the rate constants
of (8), (9) and (10) will be greater than that of (7)
by at least a factor of 104-10° and this is observed.
Also the theory predicts that the rate constant of
(7) will be at least 102 times greater than that of
(3) as observed. However, the values of the cal-
culated rate constants are a factor of 10° too large
for (7) and a factor of at least 107 too large for (3).
Application of Marcus’ theory for reorientation of
inner shell ligands'® may remove this discrepancy;
these calculations have not beeu made yet for this
series of reactions.

Acknowledgment.—This research was carried
out with funds supplied by A.E.C. contract No.
At(11-1)-622.
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By BruNO JASELSKIS
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Aqueous solution of amminepentacyanoferrate(III) in the presence of azide or thiocyanate develops an intense purple
or blue color, respectively. The colored complexes are shown to be azidopentacyanoferrate(111) or pentacyanothiocyanato-
ferrate(III). Tetrabutylammonium salts of these complexes have been crystallized and analyzed. The log ratio method
for the exchange reactions of ammonia in aqueous solutions of amminepentacyanoferrate(III) with azide or thiocyanate gives
a combining ratio of 1:1.  In addition, apparent equilibrium constants for various exchange reactions have been calculated,
with an over-all reproducibility of approximately %£59,. The calculated equilibrium constants for the exchange reactions
of azidopentacyanoferrate(II1) with ammonia (X)), pyridine (&%), hydroxyl (K;) are X, —3.9, K, —3.25, K; —200 and the
calculated equilibriuin constants for pentacyanothiocyanatoferrate(IIl) with ammonia (X;), pyridine (K,) and hydroxyl

(Ks)are K, —29.7, K» —24.4 and K; —1500.

Aquo- and amminepeutacyanoferrates(II) yield
color tests with azide, thiocyanate and a number of
organic functional groups, like aromatic amines,
aromatic aldehydes, thioaldehydes, hydrazides.
These reactions have been recommended by
Feigl! as suitable spot tests for identification
purposes. The reactions of amminepentacyano-
ferrate(II) with aromatic amines have been de-
scribed by Herington.?>~* However, most of
these reactions are not understood. In fact, the

(1) P. Feigl, “ Spot Tests in Orgauic Analyses,” Elsevier Publishing
Co., 1956.

(2) E. F.G. Herington, J. Chem. Soc. (London), 2747 (1936).

(3) E, P. G. Herington, 7bid., 4683 (1958).

(4) E. F. G. Herington, ibid., 4771 (1958),

purple color for the reaction of azide with am-
minepentacyanoferrate(II) in presence of an
oxidizing agent has been attributed by Baudisch®
to the aquopentacyanoferrate(III). In a recent
publication Jaselskis and LEdwards® suggest that
this color definitely is caused by a distinct azide
complex; also they observe that thiocyanate
reacts in a manner similar to azide. Thus, it
seems of interest to investigate not only the re-
actions of azide and thiocyanate with ammine-
pentacyanoferrate(II) but also with amminepenta-
cyanoferrate(III). Both of these complexes have

(8) O. Baudisch, Science, 108, 443 (1948).
{6) B. Jaselskis and J. C. Edwards, Anal. Chem ., 33, 381 (1860).



